Abstract Intermolecular interactions between molecules of protic solvents (water, methanol, formic acid, formamide, methylamine and ammonia) and monatomic ions (Li ? , Na ? , K ? , F -, Cl -and Br -) were characterized by the total energy of interaction (E total ) and the amount of charge which is transferred between the solvent molecule and the ion (CT). For the studied systems, linear relationships between E total and ln(CT) were observed and explained. In the case of complexes with metal cations, a good linear correlation between E total and the molar enthalpy of ion solvation (DH o i;solv ), obtained from experimental data for water, methanol, formamide and ammonia, was found. On the other hand, for complexes with anions, a planar regression between E total and two explanatory parameters: DH o i;solv and DH vap (molar heat of vaporization for a given solvent), was established. The latter shows an important role played by solvent-solvent interactions around anions, which is in agreement with some literature predictions based on the mean spherical approximation.
Introduction
Chemical and physicochemical properties of chemical species in solutions depend in a dramatic way upon the nature of the solvent applied. A good example was presented in the preface to the second edition of the famous Hammett monograph [1] , namely that some reactions undergoing in the presence of bases are faster in dimethyl sulfoxide than in methanol by a factor of 10 13 ! This situation is due to various (not always fully recognized) kinds of interactions between the molecules of a solvent, which sometimes are reagents, and solutes. There are several kinds of interactions between solute and solvent molecules which should be taken into account: first of all, physical interactions, where the solvent is considered as a continuum medium characterized by its relative permittivity and/or refractive index [2] [3] [4] . Another approach to this problem is based on accounting for purely electrostatic interactions by means of charge-charge, charge-dipole and dipole-dipole interactions [5a], which also depend on the solvent's relative permittivity and/or refractive index [6] . There is also a thermodynamic approach based on the Hildebrand solubility parameter d, applicable for estimating the solubility of nonelectrolytes in organic solvents [7] . Finally, chemical approaches considering solute-solvent interactions in terms of Lewis acidity/basicity [8] [9] [10] [11] [12] [13] , electron pair donors/acceptors [14, 15] and H-bonding donors/acceptors [16, 17] should be distinguished there. In some cases, solvent effects on chemical and physicochemical properties were described by mixing physical and chemical approaches [6, 18] . All these problems are widely presented and thoroughly discussed in an excellent monograph by Reichardt and Welton [5] . The results obtained by different chemical approaches, based on various physicochemical solute processes, are quite often correlated [12, 13, 15, 19, 20] . However, a problem arises when numerical values of a given scale are considered in detail and examined in particular cases. Usually, solvent parameters are estimated by some reference reaction (or process), and neither acidity nor basicity is measured in an isolated way. Thus, even after normalization, usually in the range of 0-1, acidity and basicity of a given solvent have only relative character. The sensitivity of a given scale is different in various ranges of this scale. Moreover, each solvent molecule is characterized by both of these functions. For example, the hydroxy group of methanol has the acidity function, Reichardts normalized E N T value is equal to 0.76 [5b] , whereas its basicity function expressed by the KamletTaft parameter b is equal to 0.66 [5c] . Another disadvantage of empirical scales of Lewis acid/base properties of a solvent may be exemplified by too weak interactions that intervene between the active part of the probed molecule and solvent molecules which can form clusters that are strong enough to make the interactions not effective. A good example of such an effect is the low value of the basicity parameter b for water, which is equal to 0.14, whereas for methanol, it is equal to 0.62 [16] . This discrepancy may be easily explained. The NH hydrogen atoms in the probed molecule-4-nitroaniline-are too weakly acidic to destroy the cluster structure of liquid water in which the concentration of free water molecules is too small to affect the n ? p band in its UV/Vis spectrum, which are the experimental way for estimation of the b values [21] .
In many cases, molecules may interact with ions which can serve either as Lewis acids (cations) or as bases (anions). Moreover, some reactions/processes are accompanied by the presence of ionic or strongly dipolar intermediates. Therefore, the sensitivity of solvent molecules to interactions with ions may play an important role. To study these kinds of problems, we selected six molecules which represent solvents with three most important functional groups: hydroxy, amino and carboxyl; see Schemes 1 and 2. All these solvents belong to a group of hydrogen-bond donor (HBD) solvents with molecules associated by hydrogen bonds. Thus, the main contribution to the solvation of the simple ions considered can be the interactions of cations with the loneelectron pairs of donor oxygen or nitrogen atoms of solvent molecules and the hydrogen bonding with anions.
The aim of this paper is to identify in a quantitative and absolute way (without any reference systems) the Lewis basicity or acidity of particular active centers of solvent molecules mentioned above and also to compare the energies of their interactions with cations/anions with experimental quantities of individual ions.
Methodology
All calculations presented in this work were carried out with the Gaussian 09 suite of programs [22] . The geometries of the AÁÁÁB complexes (equilibrium and nonequilibrium) and the respective monomers (molecules of solvents, cations and anions) were optimized with the DFT method using the Becke-style hybrid functional with Lee-YangParr gradient correction, B3LYP [23, 24] , and the ) with water, methanol, formic acid, formamide, methylamine and ammonia 6-311??G(d,p) basis set. The non-equilibrium geometries were constructed in the following way. The distances in considered intermolecular interacting ion/solvent molecule and the related bond angle (only in the case of complexes with anions) were fixed on arbitrary values (50, 100 and 150 pm, and 180°, respectively). The rest of the geometrical parameters were optimized.
This procedure allows to simulate the influence of the increase in distance between a given ion/solvent molecule pair on selected parameters of the investigated complex.
The ability of the B3LYP/6-311??G(d,p) computational level to characterize the investigated systems was checked by calculating the gas-phase lithium cation basicity (LCB) and lithium cation affinity (LCA); for details, see supporting information (SI). The obtained values of LCA and LCB as well as experimental data [25] [26] [27] [28] [29] are presented in Table S1 (SI). The calculated values of LCA and LCB are always larger than the experimental ones; however, taking into account the experimental error, they are compatible with each other. Therefore, it was found that B3LYP adequately (but with some systematic error) describes the lithium cation binding energies.
General schemes of the analyzed complexes of solvent molecules with cations and anions are shown in Schemes 1 and 2, respectively.
The geometries of the equilibrium AÁÁÁB complexes were confirmed to be true minima using the frequency analysis. Imaginary frequencies (corresponding to motions along fixed geometrical parameters) were found only for complexes in non-equilibrium geometries.
The total energy of interaction (the binding energy) for the analyzed AÁÁÁB complexes, E total , was calculated as the difference between the energy of the complex and the sum of the energies of its components (for geometries obtained during the optimization procedure of the complex and monomers, respectively). The counterpoise procedure of the Boys and Bernardi [30] was used to correct the interaction energy by basis set superposition error.
The quantum theory of atoms in molecules (QTAIM) was applied to analyze the properties of intermolecular interactions in AÁÁÁB complexes. QTAIM calculations were performed with AIMAll software package [31] using the B3LYP/6-311??G(d,p) wave functions as input. In that context, it is worth mentioning that the charge transfer estimated as a charge flow between closed-shell molecular fragments is not dependent on the population analysis scheme, even if partial charges located on individual atoms can differ significantly depending on the scheme used for space partitioning [32] . Statistical analysis was performed using a computer program of Dr W. Hyk available at www. e-stat.pl.
Results and discussion
Interactions between solvent and solute molecules have long been considered in terms of Lewis acidity-Lewis basicity. This kind of solvent properties is usually quantified using the appropriate solvent parameters (for review, see Refs. [5, 6] ). From the viewpoint of a quantum chemical approach, the Lewis acidity/basicity of a solvent can be characterized by its binding energy with the ion (anion/cation). If ions belong to hard Lewis acids or bases, the nature of their interactions with solvent is mostly electrostatic and is often associated with some kind of charge transfer between the interacting ion and the molecule in question. Therefore, such interactions can also be characterized by the magnitude of the transferred charge CT. The above-mentioned characteristics are presented and discussed in two following parts dealing separately with cations and anions, whereas a comparison of the obtained characteristics of the intermolecular interactions with available experimental parameters is presented in the last part of this section.
Interactions with cations
Three hard or nonpolarizable cations [33, 34] were selected: Li ? , Na ? and K ? (in order of slightly decreasing hardness), because ''pure'' electrostatic interactions can be expected between hard Lewis acids and hard Lewis bases. Table 1 contains data for the most important equilibrium complexes, whereas Tables S2-S4 (SI) present also the data for modeled complexes in which cations were gradually moved away by 50, 100 and 150 pm from the equilibrium position. All tables contain the distance between an ion and a proper atom in a solvent molecule,
-in the case of anions), the total energy of interactions, E total , the amount of CT and the ratio of potential, V and kinetic electron energy density, G, at bond critical point (BCP) for intermolecular interactions, |V BCP |/G BCP [35] , which characterizes the nature of interactions. An increasing value of this ratio indicates a more covalent character of the bond. Figure 1 shows the dependences of the total energy of interactions, E total , on the magnitude of CT during interaction of cations with the oxygen (Fig. 1a) and nitrogen ( Fig. 1b) atoms of solvents including the data for nonequilibrium complexes. The obtained data for formamide (IVa, IVb) and formic acid (IIIb, IIId) are outliers since in these cases, the binding energy is affected by a resonance effect due to n-p conjugation HY-
To the best of our knowledge, the relationships between interaction energy and CT shown in Fig. 1 were not discussed for solvent-solute interactions. In our opinion, they may have a simple chemical interpretation. The binding energy, E total , describes approximately the enthalpy of solvation of a given ion because the entropy term was not taken into account in the calculations. Such an interpretation of the E total will be supported in ''Interrelation between E total and enthalpies of ion solvation'' section by a comparison with experimental enthalpies of ion solvation, DH o i;solv . On the other hand, the magnitude of CT describes the competition between the cation and the oxygen or nitrogen atoms of the solvent molecule to attract a negative charge. That competition leads finally to an equilibrium state with the minimal energy, and hence, the CT parameter may resemble the reaction quotient changing its value toward the equilibrium constant. The situation is similar to the dissociation of a Brønsted acid in aqueous solution: the competitive interactions of the H ? ion with the water molecule and with an anion of the acid (conjugate base) results in stronger dissociation (and a higher equilibrium constant) if attraction by the water molecule is more effective than that by an anion. Accepting this assumption, we can expect a simple relation between E total and ln(CT). As a consequence of the proposed interpretation, the slopes of regression lines shown in Fig. 1 should depend on the cation ability to electrostatic interactions which, for monovalent ions, depend mainly on their radii. Indeed, the slopes observed change in the order Li ? , Na ? , K ? as shown by the plots in Fig. 1 . Detailed statistical data for all plots in the case of cations are presented in Table 2 . They will be discussed quantitatively in ''Interactions with anions'' section in comparison with the results obtained for anions.
The nature of the intermolecular interactions of solvents with cations was characterized by the QTAIM method. In all complexes studied only positive values of the Laplacian of electron density at BCP were found. This means that the electron charge has a depletion within the region between interacting atoms, indicating that both interactions are of a closed-shell type [35] . Additionally, the ratio |V BCP |/ G BCP \ 1 indicates a pure closed-shell type of interactions. Therefore, it can be suggested that interactions with metal cations are of predominantly electrostatic nature. The value of |V BCP |/G BCP ratio increases with an increase in the ionic radii, i.e., with a decrease in cation hardness. This agrees with the concept that interactions formed by hard Lewis acids are less covalent in nature than those with participation of soft ones [33] .
Interactions with anions Figure 2 shows the dependences of the E total values on the magnitude of CT for anions interacting with the acidic centers of solvent molecules (i.e., OH and NH groups in Fig. 2a, b, respectively) , including the data for non-equilibrium interactions. Similar to the interactions with cations, the linear regressions have good determination coefficients, R 2 , with the worst value equal to 0.927. Statistical data for all regression lines of Fig. 2 are given in Table 3 , selected parameters obtained for equilibrium complexes are presented in Table 4, whereas Tables S5-S7 (SI) contain also the data for simulated complexes in which anions were gradually moved away by 50, 100 and 150 pm from the equilibrium position and linearity of the hydrogen bond was imposed.
During the optimization procedure, it turned out that in the case of equilibrium complexes of formic acid and formamide with the F -anion (3a, 3b, 4a and 4b systems), a proton transfer takes place and complexes with O -/N --ÁÁHF interactions are formed. They were not included in further discussions due to the different types of interaction. Inspection of Fig. 2 indicates that for the same groups of complexes (Table 3) , the slopes of regression lines clearly change in the order F -, Cl -, Br -, i.e., down the periodic group in a similar manner as observed for interactions with cations. However, an analysis of the topological characteristics at BCPs revealed a different nature of interactions with anions than with cations. In the anion case, the The energy of electrostatic interactions with monovalent ions should depend on the reciprocal of ionic radius, which, for example in solution, is described in the simplest way by the Born equation [37] . Therefore, the slopes of lines shown in Figs. 1 and 2 , representing the change of the interaction energy of the solvent molecule with ion caused by the unit change of ln(|CT|), should be proportional to the reciprocal of ionic radius. Such plots for cations are shown in Fig. 3a , separately for OÁÁÁM ? interactions (complexes I, II, IIIa, and IIIc in Table 2 ) and for NÁÁÁM ? interactions (complexes V and VI in Table 2 ). Similar plots for anions are shown in Fig. 3b , separately for O-HÁÁÁX -interactions (complexes 1, 2, and 3a in Table 3 ) and for N-HÁÁÁX -interactions (complexes 5 and 6 in Table 3 ). Good regressions were obtained in all cases with high determination coefficients, and the statistical parameters obtained are given in Table S8 (SI). It is also interesting to note that more negative values of slopes are observed for cations interacting with the N atom (solid diamonds in Fig. 3a ) than with the O atom (solid circles in Fig. 3a) ; it corresponds to the more negative interaction energy, E total , as well as the more negative value of CT (Table 1) . The observed feature can be explained by a higher electronegativity of the oxygen atom than that of the nitrogen atom. Thus, for OÁÁÁM ? complexes, a negative charge is strongly attracted by the O atom and the CT to cation is smaller than that for NÁÁÁM ? complexes, resulting in a smaller absolute value of the E total . The greatest difference is observed for the smallest Li ? cation which has the strongest attraction ability.
A reverse situation is observed for anions. The bonding of the hydrogen atom with the more electronegative oxygen atom is stronger than that with the nitrogen atom, and thus, a more negative charge is transferred from an anion to the more acidic OH group in O-HÁÁÁX -complexes, resulting in more negative values of E total and of slopes a, than those for N-HÁÁÁX -complexes. In accordance with this explanation, the same difference in electronegativity of the O and N atoms results in similar differences in slopes of both lines (for cations D = 3.1 and for anions D = 2.7; cf., Table S8 ), but the first difference is slightly higher because cations interact directly with oxygen atoms. The results obtained support the classic view that solute-solvent interactions can be described in terms of Lewis acid-base interactions [8] [9] [10] [11] [12] [13] . However, these interactions can be considered as a charge transfer, and thus, solvent acidity/basicity is a dynamic property depending not only on the nature of a solvent molecule with its proper acidic and basic centers but also on the acidity/basicity of the interacting ion. The quantumchemical approach used here offers the calculation of E total as an absolute measure of Lewis acidity/basicity for each system including ion and solvent molecule in a vacuum. The validity of these results will be checked in the next part by comparison with experimental data. Interrelation between E total and enthalpies of ion solvation Fig. 4 . The statistically significant correlation is described by Eq. (1):
where errors based on the Student's distribution with a confidence level of a = 0.05 are given in parentheses, the determination coefficient R 2 = 0.984 and the value of Snedecor test F = 619.3, whereas its critical value for a = 0.01 is F c (99 %,1,10) = 10.0.
For formamide, mean values of the total energy calculated for interactions of each cation with oxygen and with nitrogen atoms were used in the plot. For each cation, these values are the most deviating points from the correlation line shown in Fig. 4 . Nevertheless, a good correlation obtained can suggest that the probability of interaction of cation with both donor atoms (N and O) in the molecule of formamide is approximately the same.
It should be added that there is no good linear correlation between the total energies and the standard molar Gibbs free energies of solvation, DG o i;solv . This shows the important role played by the entropy term in experimental conditions in which interactions between solvent molecules also occur. These interactions are not taken into account in theoretical models.
For all three anions, there is no correlation with DH o i;solv , as shown in Fig. 4 (open circles, all calculated values are  shown) . However, the points for each anion, interacting with formamide, lay correctly in the regression line obtained for cations. For other solvents, the points for three anions lay in separate straight lines indicating the participation of an additional effect.
Before proceeding to a detailed discussion of anions, it should be emphasized that the experimental DH [37] equation which considers only ''pure'' electrostatic interactions in a solvent treated as a dielectric continuum. The above-mentioned discrepancy between experimental and calculated results was usually explained [41b] by a significant disruption of the solvent structure near the ion. Thus, the negative enthalpy of ion-solvent interactions is reduced by the energy which is necessary for changing solvent-solvent interactions in the presence of an ion. This effect was described by the effective distance d s over which the ionic radius must be increased to account for the disruption of solvent structure around this ion. The correction term d s depends on the solvent and is different for cations and anions. A comparison of experimental DG o i;solv values of monovalent, monatomic cations and anions measured in 17 solvents showed that d s depends linearly on the solvent basicity (given by the donor number DN [14, 15] ) and solvent acidity (given by the Dimroth and Reichardt E T parameter [5] ) for cations and anions, respectively [42] . However, in our quantum-chemical calculations, the absolute values of E total are substantially smaller than the DH o i;solv values, which is opposite to calculations from the Born model.
In a more advanced model of ion solvation, the energy of solvent-solvent interactions should be taken into account beside the energy of ion-solvent interactions. In the simplest approach of Fawcett [41c, 43] , it is included in the term f dd describing how the attractive ion-solvent energy is reduced by repulsive dipole-dipole interactions between solvent molecules. Thus, the Gibbs energy of solvation DG 
where N A is Avogadro's number, and e s and e o are the dielectric permittivity of the solvent and free space, respectively. Equation (2) [44] . It was shown that neither of the correction terms can be neglected. Moreover, the d s term is inversely proportional to solvent basicity and to the f dd term. This means that solvent-solvent interactions play a dual role, influencing both d s and f dd parameters. On the one hand, they make a disruption of solvent structure around an ion more difficult decreasing the d s term and thus increasing the absolute value of DG o i;solv . The same behavior occurs for stronger ion-solvent interactions. On the other hand, stronger solvent-solvent interactions make the ion-solvent attraction more difficult, diminishing DG o i;solv by the f dd contribution [44] . It was impossible to perform a similar statistically reasonable analysis for anions [44] because of the lack of experimental DG o i;solv data for a sufficient number of systems. However, at least for protic solvents, one can expect the dominant role of solvent-solvent interactions expressed by the f dd term (including dipole-dipole as well as hydrogen bonding) in solvation of anions, as suggested by Fawcett for aqueous solutions [41d, 43] .
One possible experimental measure of such interactions is the molar heat of vaporization, DH vap , for a given solvent. The values of DH vap (in kJ mol -1 at 298 K with the exception of ammonia where DH vap was given at the normal boiling point) are tabulated by Marcus [40b] . Indeed, the use of the two-parameter regression of E total calculated for anions gave a good correlation as shown in Fig. 5 [45] .
It is interesting to compare Eq. (1) for the solvation of cations and Eq. (3) for anions. The regression coefficients at DH o i;solv are approximately the same. In both cases, the calculated interaction energy follows the experimental values with a change in an ion-solvent system, but the change in E total is 2.5 times weaker than that of the experimental values.
This can be explained by the fact that quantum-chemical calculations were performed for isolated complexes (ionsolvent molecule) in vacuum and not in a dielectric medium with increasing electrostatic interactions. Moreover, it is evident that solvent-solvent interactions have a substantial effect on experimental DH o i;solv values only in the case of anions. It is worth mentioning that the addition of the DH vap term to E total decreases the absolute value of the latter, thus increasing the discrepancy between the absolute values of DH o i;solv and E total energy, i.e., shifting points for anions upward in Fig. 4 . This is in accordance with the predicted role of the f dd term in Eq. (2) suggested by Fawcett [41d, 43] only for the hydration of anions.
Finally, it should be emphasized that the absolute values of E total are much smaller than the experimental DH o i;solv values for both kinds of ions, and this difference is greater for anions. These differences are independent of the nature of an ion as well as of a solvent, and they are expressed by intercepts: 60 for cations in Eq. (1) and 148 for anions in It should also be added that the difference between solvation energies of cations and anions of the same magnitude was already discussed by Buckingham [46] taking into account ion-quadrupole attractions (given by the additional term N A Z i e o h s r i -3 ) and mutual interactions of solvent molecules which involve solvent electrical quadrupole moments h s . However, the proposed model [46] was practically not used because of the lack of proper h s values for solvents [40] .
Conclusions
The Lewis basicity and acidity of solvent molecules (water, methanol, formic acid, formamide, methylamine, and ammonia) was studied in the gas phase. For this purpose, the binding energy (E total ) and QTAIM parameters (CT and |V BCP |/G BCP ) were used to characterize intermolecular interactions between a particular active center of the solvent molecule and the cation or anion, respectively. It was shown that:
1. The obtained dependences of E total on ln(|CT|) are linear and can be identified with a well-known thermodynamic relation between Gibbs free energy and the equilibrium constant. Therefore, the CT parameter has a similar physical meaning as the equilibrium constant or the reaction quotient, if the equilibrium was not reached. 2. The slope values of the linear equations E total versus ln(|CT|) for particular interactions change in the order of Li ? , Na ? , K ? and F -, Cl -, Br -. Additionally, these slopes, representing the change of the energy of solvent-ion interactions caused by the unit change of ln(|CT|), are proportional to the reciprocal of ion radius. Summing up, the quantum-chemical approach can be used to identify in a quantitative and absolute way the Lewis basicity and acidity of particular active centers of solvent molecules interacting with simple ions.
